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A NONMECHANISTIC DESCRIPTION OF SOME
CHEMICAL REACTIONS
By Mexvin Garfinkle
Lewis Research Center
Netionml Aeronautics and Space Administration
Cleveland, Ohio
INTRODUCTION

The common method of describing reaction kinetics from the mechanistic
viewpoint is with the alid of the empirical rate equations. From a considera-
tion of the nature of the reacting species and the rate at which they are
consumed, the intermediate steps by which the products are formed can be
postulated and the transient species involved identified.,

Conslder the following chemical reaction that occurs in a closed iso-
thermal system |

8A +DPB + . 0 o +mM—>cC +AdD + o o » + 1N & (1)
From this mechanistic viewpoint, equation (1) illustrates only the stoichi-
ometry of the reaction and does not reveal in any menner the processes by
which the products are formed. The order and molecularity of the resction
is divorced from the stoichiometric coefficients,

This reaction mey be described in an alternate fashion, not as a dynamic
system involving collisions between polyatomic species, but as a series of
stationary states at various times. For example, consider two arbitrary
states, an initial and a final, at times +t; and tg. The nonmechanistic
description consists of the knowledge of the nature of the initial and the

final states and of the time necessary for transformetion from one to the
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other to occur, but not the manner in which this process is carried out.
Such & nonmechanistic description can be one of classlical thermodynamics in
which each state has s unique energetic desecription independent of the manner

in which the state was attained.

THERMODYNAMIC CONSIDERATIONS
Consider the free-energy difference between the products and the reactants
ag defined from classical thermodynamics. This function has a unique value
AGi and AGf asgoclated with the initial and final states, respectively.
From thermodynamic convention, this free-emergy difference must have a negative
velue for remction (1) to proceed in the direction illustrated and will in-

crease as the reaction proceeds. Thus AGe > AGi, and

3 AG]

—6%—'1'> 0. (2)

Relationship (2) is as far as classical thermodynamics can be used in deserib~-
ing the kinetic behavior of reaction (1) in terms of the free-energy difference.
Finding & specific solution to the inequality expressed in relationship
(2) for a particulsr remction will require an empirical approach., This ap-
prach will involve expressing the free-energy term of relationships (2) in
terms of experimentally meagurable quantities and then determining empirically
the particular manner in which the vmlue of the free-energy term increases
as the reaction proceeds,

The activity quotient Q is an experimentally determinable quantity.

By definition

) PP
[aJa(B]P. . . [Mm 7

Q (3)




where the quantitlies in brackets are the activities of the products and
the reactants, and the exponents are the stolchiometric coefficients of
reaction (1). The activity quotient is related to the free-energy function
by the following expression:

AG = A5° + RT 1n(Q), b (4)
where AG° is the freeQenergy difference when all the products and reactants
are in their standard states, R the gas constant, and T the absolute tem-

perature., Differentiation of equation (4) with respect to time yields

(e, e[,

Relationship (2) can now be expressed in terms of the activity quotient:
RT[B_%THSQ.)_] > 0. (6)

t T

This form of the relatlionship 1s amensble to empiricael analysis.

EMPTIRICAL ANALYSIS

Because the activity quotient is defined in terms of the stoichiometry
of a particular reaction, the empirical enalysis of various reactions in
terms of relationship (6) must be restricted to those reactions that can be
represented by a single stolchiometric equetion., The actmal reaction may
proceed in multliple steps and involve intermediate species, but the products
must appear and the reactant disappear according to the stoichiomgtry of the
overall equation.

While the sctivity quotient is experimentally measurable, virtually all
kinetic data are in terms of partial pressures or concentrations. Thus,

the reamctions to be anslyzed must not only meet the stoichiometry requirements




but must occur at low pressures or in dilute solutions so that the partial
pressures or concentratlons of reacting species approximate their activities,

To determine empirically the particular manner in which the activity
quotient term of relationship (6) veries as a reaction proceeds will require
the calculation of the activity quotient at various time intervals. The
actual kinetic data with which this study was carried out were soliclted
from investigators whose results had been reported in the literature. The
reactions were restricted to processes that occurred in isothermal closed
systems.

Since each of the reactlons investigated is characterized by its own
perticular mechanism, it would be loglcal to expect relationship (6) to
have as many solutions as there gre processes to be described. This is not
the case, however., For more than two-thirds of the reactions investigated,
the logarithm of the activity quotient was found to vary linearly with the
logarithm or the elapsed time, This correlation can be expressed in terms

of relationship (6) as

RT[Q—%%gaq " %-. (7)

The empirical data supplied by the various investigators were placed
directly on punch cards, and, with the ald of an IBM 7094 data processing
machine, these data were statistically analyzed to determine how well they
were correlated by the logarithmic relationship. The three-sigma confidence
limits of the determination coefficient were computed for each reaction.

For more than two-thirds of the 10l reactions investigated, the lower confidence

1imit exceeded 95 percent, which indicated a good correlation. One half of




the reactions investigated had a lower confidence limit greater than
99 percent, which indicated an excellent correlation of the empirical data
according to relationship (7).

The 10l reactions investigated were distributed among those reported
to be zero, first, second, third, and fractional orders, as is illustrated
by table 1. Two-thirds of the first, second, and third order reactions were
well correlated by relationship (7). There were too few zero and fractional
order reactions to evaluate the correlation properly.

Relationship (7) is by no means generally applicable to kinetic data
since the reactions that showed good correlations were restricted to those
in which the overall reaction was homogeneous and stoichiometric, those that
occurred at low pressures or in dilute solutions, and those in which com-
petitive reactions were absent.

Relationship (7) can be expressed as an equation by the introduction of

a constant of proportionality Gg:

G
RT[a lfcl(Q] -Z. (8)
T
Integrating yields
G
In(Q) = gz In(t) +C, (9)

where C 1is a constant of integration. If a quantity t; 1s defined as
the time at which the activity quotient is unity, equation (9) mey be

expressed as

In(Q) = g.Tll 1n (tEJ_) (10)
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The computed values of Gr and tl are listed in table 2 for a group of

the reactions investigated.

GRAPHICAL CORREIATION

Figures 1 to 11 illustrate graphically the high degree of correlation
between the activity quotient and the elapsed time (see equation (9)) for
some of the reactlions listed in table 2. Figures 1l to 4 illustrate gas-phase
reactions, while figures 5 to 1l illustrate liquid-phase reactions, The
first three liquid-phase reactions occur in aqueous solutions, the last four
in nonaqueous ones. In most cases, the first 60 percent of each reaction was
observed, in no case less than 20 percent.

Figures 1 and 2 illustrate the thermal decomposition of four organic
compounds. The correlation between the activity quotient and the elapsed
time is reasonably good for these reactions, although some deviations were
observed, most easily noticed in the case of the decomposition of acetaldehyde.
Similar deviations from linearity were found for other organic decomposition
reactions in which small amounts of hydrogen, carbon oxides, or simple hydro-
carbons vere: found with the primasry products. This indicates a nonstoichio-
metric reaction.

The decomposition of hydrogen peroxide vapor, shown in figure 3, shows
a high degree of correlation at the five temperatures of obsérvation.

The correlation in figure 4 is not as good as that shown by the other
gas-phase reactions, but it is comparable with the half-order kinetics used
by the experimental investigator.5 The reaction is heterogeneous. It was

reported that the reaction might have been initielly inhlbited. This may
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explain the low values for the first data points.

Figure 5 illustrates an electron-transfer reaction in perchloric acid
solution. The correlation was quite good at the five temperatures at which
this second-order reaction was observed. Other electron-transfer reactions
in perchloric acid solutions also show gopod correlations.

Figure 6 illustrates an ionic reaction in aqueous solution at fouxr
temperatures. As in the case of the electron-transfer reactions, the
correlation 1s quite good.

The reactlon between ferricyanide and 2-mercaptoethanol in aqueous
solution does not show as good a correlation as do the other reactions in
aqueous solution, but the data points are somewhat erratic, as shown in
figure 7.

The carrelation between the activity quotient and the elapsed time is
generally quite good for reactions in nonaqueous solutions. The reaction of
cis-Z-butene episulphide with triphenylphosphine in three organic solvents
shows a very high degree of correlation, as illustrated in figure 8, The
reactions illustrated in figures 9 and 10 occur in dioxane and ethanol,
respectively, and also show good correlations.

Figure 11 shows the reaction of styrene with iodine in carbon tetras-
chloride to have a considersble deviation from linearity. The initial
kinetics were reported ag three-halves order in styrene and first order in

iodine.13

DISCUSSION
This investigation shows that, for many types of homogeneous reactions

in which the overall chemical reamction can be specified, the activity quotient



varies with time in a describable manner. Thls nonmechanistic approach is

not a generalization, however, because the reactions to which it 1s spplicable
are quite restricted. The major condition that must be met is that of stol-
chiometry. Some of the older data reported in the literature as stoichiometric
did not correlate very well, The extreme importance of stoichiometry beceame
evident when some of this data was found to be nonstolchiometric by more
recent work.

Although this nonmechanistic approach does not reveal the processes thaet
occur, 1t does permit some insight into the energetics of the reactions
correlated, Specifically, the rate at which the free-energy function increases
with time can be found for reactlons whose kinetic behavior is adequately
described by relationship (7). The addition of equations (5) and (8) ylelds,

after multiplication through by t,

0 AG
[m]T =Gy o (11)

Equation (11) can be considered an energetic description (in terms of the
free-energy difference) of the stoichiometric reactions described by relation-
ship (7). Equation (11) meets the requirements of classical thermodynamics
as expressed in relationship (2) for all the reactions observed; that is,
G./t > 0O,

The actual manner in which the free-energy difference varies as the
described reactions proceed can be determined by eliminating 1n(Q) bebween

equations (4) and (10):
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This equation cannot be valid, of course, for positive values of AG.
Moreover, one should be cautious of any extreme extrapolation of the data

beyond the perilod of observation.

CONCLUSION
A nonmechanistiec description of varlous reactions has been presented;
which permits some insights into the energetics of the reasctions., For the
reactions that have met the specified conditions (in particular, stoichiometry),
this empirical approach has permitted the correlation of the kinetic data with
an accuracy at least equal to that attainable with the classic empirical rate

equations. In most cases 60 percent or more of each reaction was observed.

ACKNOWLEDGEMENTS
The author is indebted to Dr. He M. Davis, former Professor of Chemical
Metallurgy, Pennsylvanla State University, for his valusble advice; to the
computer staff at the NASA Lewis Research Center; and to Dr. E. R. Ryba,
Assistant Professor of Metallurgy, Pennsylvenia State University, for
asslstance in computer programming.
The suthor also expresses his deep gratitude to the many investigators

whose data were made available for this study.



' E-2158

1.
Z2e
S
4
Se
6.
Te
8.
9.

10.

iz2.
13.

14.

- 10 =

REFERENCES
Raley, Rust and Vaughan, J. Amer. Chem. Soc., 1948, 70, 88.
Hinshelwood and Askey, Proc. Roy. Soc., 1927, All5, 215.
Hinshelwood and Hutchinson, Proc. Roy. Soe., 1926, Alll, 380.
Ramsperger, J. Amer. Chem. Soc., 1928, 50, 714.
Herley and Prout, J. Amer. Chem, Soc., 1960, 82, 1540.
Newton and Cowan, J. Physic. Chem., 1960, 64, 244,
Iynn and Yankwich, J. Physic. Chem., 1960, 64, 1719.
Margerum and Morgenthaler, J. Amer. Chem. Soc., 1962, 84, 706.
Meehan, Kolthoff and Kakiuchi, J. Physic. Chem., 1962, 66, 1238.
Denney and Boskin, J« Amer. Chem. Soc., 1960, 82, 4736.
Batt and Gowenlock, Trans. Faraday Soc., 1960, 56, 10zz.
Dessey and lee, J. Amer. Chem. Soc., 1960, 82, 689.
Fraenkel and Bartlett, J. Amer. Chem. Soc., 1959, 81, 5582.

Forst, Can. J. Chem., 1958, 36, 1308.



E-2158

- 11 -

TABLE 1. - DISTRIBUTION OF 101 REACTIONS

INVESTIGATED AMONG VARIOUS ORDERS

Correlation Order Total
1 2 | 3 |Fractianal

Good(>95%) 26 | 35 | 8 0 70

Poor(<95%) 8 |16 | 3 3 31
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Ln (Q)

6 8 I0
Ln (t)

Figure 1. - Decomposition of di-t-butyl peroxide @ (table 2,
reaction 1) and dimethyl ether O (table 2, reaction 2).
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Figure 2. - Decomposition of acetaldehyde O (table 2, re-
action 3) and azo-isopropane @ (table 2, reaction 4).
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Figure 3. - Decomposition of hydrogen peroxide vapor with 83.3 mole per-

cent helium (table 2, reaction 15). O 741.7° K, O 731.6° K,
O 721.6° K, A 712.8° XK, O 704.7° K.
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Figure 4. - Decomposition of silver oxide (table 2, re-
action 5).
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Ln (Q)

2 3 4 S (S 7
Ln (1)
Figure 5. - Reduction of Pu(IV) by Fe(IT) in 0.5M perchloric

acid solution (table 2, reaction 6). O 293.4° K,
Q 288.6° K, © 283.4° K, A 279.4° K, 0O 275.7° K.




M 09782 VN L7562 O M 2708 O U ,£°6T¢ O ‘(L uoTyomax ‘g 9Tqwl)

UOTINTOS snosnbe UT SPIPOT TAUIOW UYJTM SPTUBAD UMTIPOS JO UOTA0BIY - °*Q oJnITd
(4) U
¢l [4 I Ol 6 8 L 9
_ _ _ _ _ | 8"
|I|mw|
leﬁvl
IIKN..
—0
4

8ST2-H

(0) v




E-2158

24 | | I l |
4 5 6 7 8 9 10

Ln (1)

Figure 7. - Reaction between potassium ferricyanide and Z2-mercapto-
ethanol in aqueous solution (table 2, reaction 9). Initial concen-
trations - O ferricyanide 0.00110M, Z-mercapto-ethanol 0.0189M;

® ferricyanide 0.00119M, Z-mercapto-ethanol 0.0206M.
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